Chapter 4

Subatomic Particles
THE MAIN IDEA
Atoms are made of electrons, protons,
and neutrons
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Physical and Conceptual Models
The Electron
The Atomic Nucleus
Protons and Neutrons
Light Is a Form of Energy
Atomic Spectra and the Quantum
Electrons Exhibit Wave Properties
Orbitals and Energy-Level Diagrams
The Shell Model and Periodic Table

4.6 Atomic Spectra and the Quantum

Atoms give off light as they are subjected to various forms
of energy, such as heat or electricity. The atoms of any given
element in the gaseous phase emit only certain frequencies
of light, however. As a consequence, each element emits its
own distinctive glow when energized. Sodium atoms emit
bright yellow light, which makes them useful as the light
source in street lamps because our eyes are very sensitive to
yellow light. To name just one more example, neon atoms
emit a brilliant red-orange light, which makes them useful
as the light source in neon signs.
When we view the light from glowing atoms through
a spectroscope, we see that the light consists of a number of
discrete (separate from one another) frequencies rather than
a continuous spectrum like the one shown in Figure 4.17.
The pattern of frequencies formed by a given element—
some of which are shown in Figure 4.18—is referred to as
that element’s atomic spectrum. The atomic spectrum is
an element’s fingerprint. You can identify the elements in a
light source by analyzing the light through a spectroscope
and looking for characteristic patterns.
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FOR YOUR
INFORMATION
A star’s age is revealed by
its elemental makeup. The
first and oldest stars were
composed of hydrogen
and helium, because those
were the only elements that
existed at that time. Heavier
elements were produced
after many of these early
stars exploded in supernovae. Later stars incorporated
these heavier elements in
their formation. In general, the younger a star, the
greater the amounts of these
heavier elements it contains.
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Figure 4.18

Elements heated by a flame glow
their characteristic color. This is
commonly called a flame test and
is used to test for the presence of an
element in a sample. When viewed
through a spectroscope, the color of
each element is revealed to consist
of a pattern of distinct frequencies
known as an atomic spectrum.

The Quantum Hypothesis
An important step toward our present-day understanding of
atoms and their spectra was taken by the German physicist Max
Planck (1858–1947). In 1900, Planck hypothesized that light
energy is quantized in much the same way matter is quantized.
The mass of a gold brick, for example, equals some whole-number multiple of the mass of a single gold atom. Similarly, an
electric charge is always some whole-number multiple of the
charge on a single electron. Mass and electric charge are therefore said to be quantized, in that they consist of some number
of fundamental units.
Planck identified each discrete parcel of light energy as a
quantum, represented in Figure 4.19. A few years later, Einstein
recognized that a quantum of light energy behaves much like a
tiny particle of matter. To emphasize its particulate nature, each
quantum of light was called a photon, a name coined because
of its similarity to the word electron.
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Figure 4.19

Light is quantized, which
means it consists of a stream of
energy packets. Each packet is
called a quantum, also known
as a photon

Using Planck’s quantum hypothesis, the Danish scientist
Niels Bohr (1885– 1962) explained the formation of atomic spectra as follows. First, an electron has more potential energy when
farther from the nucleus. This is analogous to the greater potential
energy an object has when held higher above the ground. Second,
Bohr recognized that when an atom absorbs a photon of light, it is
absorbing energy. This energy is acquired by one of the electrons.
Because this electron has gained energy, it must move away from
the nucleus.
Bohr realized that the opposite is also true: when a high-potential- energy electron in an atom loses some of its energy, the
electron moves closer to the nucleus and the energy lost from
the electron is emitted from the atom as a photon of light. Both
absorption and emission are illustrated in Figure 4.20.
Bohr reasoned that because light energy is quantized,
the energy of an electron in an atom must also be quantized. In
other words, an electron cannot have just any amount of potential
energy. Rather, within the atom there must be a number of distinct
energy levels, analogous to steps on a staircase. Where you are on
a staircase is restricted to where the steps are—you cannot stand
at a height that is, say, halfway between any two adjacent steps.
Similarly, there are only a limited number of permitted energy levels
in an atom, and an electron can never have an amount of energy

READING CHECK
What does an electron
have when farther from
the nucleus?
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Figure 4.20

An electron is lifted
away from the nucleus
as the atom it is in
absorbs a photon of
light and drops closer
to the nucleus as the
atom releases a photon
of light.
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between these permitted energy levels. Bohr gave each energy
level a quantum number n, where n is always some integer. The
lowest energy level has a quantum number n = 1. An electron
for which n = 1 is as close to the nucleus as possible, and an
electron for which n = 2, n = 3, and so forth is farther away, in a
step-wise fashion, from the nucleus.

< Niels Bohr (1885–1962) and Albert Einstein (1879–1955) were good

friends and colleagues, but they differed on their views of quantum
theory and its philosophical implications. Einstein accepted quantum
theory but was one of its strongest critics. His critiques were answered
for the most part by Niels Bohr through a series of exchanges, called
the Bohr–Einstein debates, spanning the latter parts of their lives.

CONCEPT CHECK
What is released as an electron transitions from a higher to a lower energy level?
CHECK YOUR ANSWER A photon of light.
Using these ideas, Bohr developed a conceptual model
in which an electron moving around the nucleus is restricted to
certain distances from the nucleus, with these distances determined by the amount of energy the electron has. Bohr saw this
as similar to the way the planets are held in orbit around the Sun
at given distances from the Sun. The allowed energy levels for
any atom, there- fore, could be graphically represented as orbits
around the nucleus, as shown in Figure 4.21. Bohr’s quantized
model of the atom thus became known as the planetary model.

Figure 4.21
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Bohr’s planetary model of the atom,
in which electrons orbit the nucleus
much as planets orbit the Sun, is a
graphical representation that helps
us understand how electrons can
possess only certain quantities of
energy
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CONCEPT CHECK
Is the Bohr model of the atom a physical model or a conceptual model?
CHECK YOUR ANSWER The Bohr model is a conceptual model. It is not a scaled-up version of an
atom but instead is a representation that accounts for the atom’s behavior.
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Bohr used his planetary model to explain why atomic spectra
contain only a limited number of light frequencies, as shown in Figure
4.22. According to the model, photons are emitted by atoms as electrons move from higher-energy outer orbits to lower-energy inner
orbits. The energy of an emitted photon is equal to the difference in
energy between the two orbits. Because an electron is restricted to
discrete orbits, only particular light frequencies are emitted, as atomic
spectra show.
Interestingly, any transition between two orbits is always
instantaneous. In other words, the electron doesn’t “jump” from a
higher to a lower orbit the way a squirrel jumps from a higher branch
in a tree to a lower one. Rather, it takes no time for an electron to move
between two orbits. Bohr was serious when he stated that electrons
could never exist between permitted energy levels!
Bohr’s planetary atomic model proved to be a tremendous
success. By utilizing Planck’s quantum hypothesis, Bohr’s model solved
the mystery of atomic spectra. Despite its successes, though, Bohr’s
model was limited, because it did not explain why energy levels in
an atom are quantized. Bohr himself was quick to point out that his
model was to be interpreted only as a crude beginning and that the
picture of electrons whirling about the nucleus like planets about the
Sun was not to be taken literally (a warning to which popularizers of
science paid no heed).
In the remaining sections of this chapter you will be introduced
to an abbreviated discussion of a more modern understanding of how
electrons behave within an atom. Though abbreviated, these discussions are perhaps the most complicated within this textbook. So be
sure to study this material with a fresh mind. What you will get for your
effort is tremendous insight into how and why atoms behave as they
do. Most notably, this includes powerful insight into the formation of
chemical bonds as described in Chapter 6.
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Figure 4.22
The frequency of light emitted
(or absorbed) by an atom is proportional to the energy difference
between electron orbits. Because
the energy differences between
orbits are discrete, the frequencies of light emitted (or absorbed)
are also discrete. The electron here
can emit only three discrete frequencies of light—A, B, and C. The
greater the transition, the higher
the frequency of the photon
emitted.

Not to be taken literally

